+ , 0.01 M Ag+, 3"M CIO-IAgCI,Ag From the difference in cmfs between sodium hydroxide solutions with and without lithium ions, the following formation constant of lithium hvdroxido was estimated:
Li+ Z OH--LiOH, K = 0.66 ± 0.02 (log K = -0.18 ± 0.01) L ithium hych'oxide has usually been considered to be a strong base, almost completely dissociated in aqueous solution, like sodium hydroxide or potassium hydroxide.
In 1879, Kohlrausch' suggested an association of lithium ions with hydroxide ion,-from his conductivity measurements. Calvert 2 also suggested the existence of a lithium hydroxide complex and Harned and Swindells 3 assumed the presence of it in aqueous solution in order to explain their activity data.
The work by Kolthoff 4 in 1923 was the first systematic survey to determine the formation constant
of lithium hydroxide. The averagL value obtained in media of various concentrations of lithium chloride and sulfate was K = 2 (18'C, corrected to zero ionic strength). Darken and Meier,* who investigated conductivities of aqueuos alkali halide solutions, concluded in 1942 that lithium hydroxide is associated, in contrast to sodium and potassiun kydroxide, and t tht f4ation constant is K = 0.83 extrapolated to zero ionic strength. _ U * Tokyo Institute of Technology, Tokyo, Japan Acta Cheni Scand. 18 (1964) Gimblett and Monk 6 calculated formation constants of some alkali and alkaline earth hydroxides using the emf data of Harned bnd coworkers. 7 , 8 At 25°0 the formation constant of lithium hydroxide corrected to zero ionic strength was found to be 1.53 (in lithium chloride medium 7 ) and 1.43 (in lithium bromide medium 8 ). Kakihana, Mori and Nomura 9 observed that the ion exchanger affinities of isotopes of lithium ions in lithium hydroxide solution were slightly different from those of the lithium isotopes in lithium chloride solution. By accurate j mass-spectrometric measurements they undertook to find the difference between the formation constants of 6 LiOH and 7 LiOH.
In the study of a very weakly associated hydroxide complex, experiments must be made with solutions of rather high pH and of relatively high metal concentration. Therefore, difficulties may arise from the dissolution of glassware into the test solution, absorption of carbon dioxide, and impurities in both the medium salt and the metal ion solutions. Moreover, the numerical values of-the formation constants obtained for such very weakly associated complexes are affected significantly by the assumptions made in deriving them, as has already been pointed out by Bates and his coworkers 10 and by Carel! and Olin."
In the last forteen years precise methods for studying the h: drolysis 
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The concentration of a lithium perchlorate solution was determined in three ways: (1) passing a weighed amount of the lithium porchlorate solution through a cation exchange resin, Dowex 50 in the hydrogen form and titrating the eluate with standardized NaOH; (2) direct drying of the lithium perchlorate solution undoi an infrared lamp and then in an air bath at 105°C and weighing; (3) adding HSO, to the lithium perchlorate solution, fuming off HCIO and weighing as the sulfate. These results agreed within ±0.03 % (percenb average deviation).
The smal) excess of acid in the lithium perchlorate was determined by titration with standardized sodium hydroxide using a Gran plot13; it was taken into consideration when the aaslytical concentration of hydroxide ions in the solution was calculated. Sodium Vercllora le solution was prepared from sodimn carbonate by the method described by Bicdermann.1 Thus, a slight excess of concentrated porchloric acid was added to sodium carbonate, which had been recrystallized twice from water. The solution was boiled to remove CO, neutralized with NaOH to pH --8, allowed to stand for a few days and any residue was filtered off. The solution was acidified again with HCIO and boiled. The pH of the solution was adjusted to be approximately neutral. The sodium perchlorate was recrystallized once from the solution.
The concentration of a sodium perchlorate solution was determined both by direct drying under an infrared lamp and then in an air.bath, and by using the ion exchange resin, Dowex 50.
The excess concentration of acid .in a sodium perchiorate solution was determined in the same way as for a lithium perchlorato solution.
Perchlorie acid solution was prepared from HCIO , (p.a.) and standardized against potassium hydrogen carbonate, which had been recrystallized twice from KIHCO, (Mlerck p.a.) and dried in an atmosphere of CO.
Sodium hydroxide solution of 50 % was prepared from p.a. material, filtered through a 0 4 Jena glass filter, and stored in a polyethylene bottle filled with N,. Dilute solutions we're prepared from de-aerated water and the 50 % stock solution. The solutions were standardized against HCIO, which had been standardized in turn against KHCO, using a Gran plot in eaeh experiment.
Silver perchlorat solution was prepared by adding an excess of AgO to a boiling HCIO, solution. The solution was filtered, and the concentration of Ag+ ivas determined by precipitating AgCl and weighing it.
APPARATUS
The titration cell used was of the "Wilhelm" type described by Forsling, Hietanen and Sill6n.' 5 Hydrogen electrodes were made according to Bates.
1 6 The hydrogen gas used for hydrogen electrodes was passed through "desoxo" and activated copper and then through 10 % HS0 4 , 10 % NaOH, and 3 M NaCIO, solutions.
Silver chloride and bromide electrodes Were prepared by Brown's method.', The potentiometer used was a Vernier Potentiomeler, Cambridge Instrument Co. Ltd., England. Hundredtha of a mV were estimated in each case.
A Jena glass titrating vessel was used without paraffinzing.
EXPERIMENTAL PROCEDURE
All omf measurements were carried out at 25.00 ± 0.05"C in a paraffin-oil thermostat, which was placed in a thermostated room at approximately 25 0 C. The emf measurements with a hydrogen electrode were performed as follows in a typical case, for the "main" series of experiments: The titration vessel was filled with nitrogen gas before tne startmx solution was introduced. The starting solution consisted of A 0 Al NaiOH and (3-A,) NaCIO 4 . The magnitude of A, w.as varied from 0.016 M to 0.082 M. The solution was introduced into the vessel from a 50 ml pipot, which had been calibrated and protected against carbon dioxide. During the titration nitrogen gas was replaced with hydrogen gas which was free from oxygen and carbon dioxide and was presaturated with water vapor.
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From a buret, 3 M (Li,Na)CIO 4 solution was added to the titration vessel so that
[Li+] gradually increased whereas (OH-] decreased by dilution.
In emf measuremunts using silver-silver halide indicator electrodes 3 M[ Na(CIO 4 ,Cl) was placed in the titration vessel and from the buret were added 3 M Na(CIO,,Cl) solutions with different [C-] or in some cases 3 M (Na,Li)CIO 4 solutions. In these experiments nitrogen gas was employed when the titration vessel was filled.
Each experiment was repeated at least twice.
METHOD OF INIVESTIGATION
The present investigation was carried out as a series of potentiometric titrations at 2500 in NaClO 4 medium of a total ionic concentration of 3 M.
Hydrogen electrodes, or in some cases silver-silver halide electrodes, were used in combination with the reference half-cell:
In the final experiments to be described below, the cell had the general composition:
The emf for cell (I) can be expressed by the following equation: E = E 0 a + 59.15 log a + 59.15 log /oil + B, (2) where a = (01-1,
In the following, the E datf, vill be treated on the assumption that a is affected by the formation of the complex LiOH. In emf studies, there is no theoretical basis for a strict separation of the ,;ffects of variations of activity factors, liquid junction potentials and complex formation. When strong complexes are formed, it seems reasonable to ascribe the larger part of the variation of B to the effect of complex formation. With weak complexes, however, the effect on E of complex formation may be of the same order of magnitude as that of activi'vy factors and liquid junction potentials. So, it is important to state what other assumptions have been made.
ASSUMPTIONS
The following assumptions were made in analyzing the data. 1) Each of the /oit (activity factor) and E (liquid junction potential) terms in 6qn. (2) (4) 2) Na+ ions do not form complexes with OH-. 3) Na+ and Li+ do not form complexes with halogenide ions, C1-and Br-. 4) The activity factor of free OH-ions, /o, is equal to that of C17 or Brions in the same medium. This assumption will be discussed below.
5)
LiOH is the only complex formed. The formation constant, K, is then defined as
Test of assump'tion 4
Carell and Olin" used a cell without liquid junction:
(II) where X7 = C1-or Br-. The emf of cell (II) is E = E 0 , -Ew + 59.15 log (AIX) + 59.15 log (ioH/fx).
(5) They found that E -59.15 log (AIX) was a constant, which may be explained in the simplest way if it is assumed that in these solutions /oH =/x (6) This is identical to assumption 4. The concentration range of 0H-ions, which has been tested by them for assumption 4, was from 0 to 0.03 M.
In the present investigation, this assumption was extended to A = 0.082 M, for treating the data and it did not seem to introduce serious errors. Some additional measurements were made with the cell Ag, AgXI 3 MI Na + , X M X-, (3-X) M 0104-1 Ref (III) for which E = Eo,, + 59.15 log X + 59.15 log /x + Ejx (7) As seen from Fig. 1 , the value of (E -59.15 log X) is practically -onstant. The simplest explanation of this result is that, whithin the limit of experimental error, Since we have assumed no complex formation in this case, we can set a = A, the total concentration of OH-. A plot of (E-59.15 log a) versus a (Fig 2.) 
The value for k, agrees with those reported in earlier papers. 11 ,1, 19 The major part of it can be reasonably ascribed to the liquid junction potential. Plotting (E -59.15 log X) versus b = B (according to our assumptions, Li + forms no complexes with halide ions), we find a straight line for B<_ 0.9 M with the slope (Fig. 3) 
Thus, we will use for the emf of cell (I) the expression (see eqn. (4))
with k, = -8.2 mV/M and kb = -1.3 mV/M.
Determination of K
The data for the final experiments are given in Table 1 . The primary data are the total concentrations of Li+ and 01-, A and B, respectively, and the measured emf, E. In the course of a titration, both A and B varied because of the design of the experiments (see "Experimental procedure").
Under our assumptions, these quantities are connected by the equations B = Bo, + 59.15 log a + ak,, + b.kb (17) A = a + abK
The last two are the mass balance equations. In these equations, ka and kb are assumed to be constant and known, Eoa is a constant to be determined for each experiment, K is a constant supposedly common to all experiments, and a and b are initially unknown variables, different for each point. In a preliminary treatment, E0, for each titration was determined for the first point and a was calculated from E for subsequent points. The small correction term b.kb was obtained by successive approximation. B varied considerably, the points are seen to fall on the same curve, which indicates that the assumption that only one mononuclear complex, LiOH, is formed was a reasonable one. For each separate point, K could be calculated from Z and a. Finally the data were treated by the generalized least squares program "LETAGROP" 2 The separate program was set so as to minimize the error square sum E(EeX-Ejj) using eqns. (17, 17a, 17b) , and not only K but * The first few data points are disiegardod in the hand calculation for each K because A -a is so small for these points that the value of K cannot be obtained with reasonable accuracy. ** Uncertaiity of the results is given as 3a.
also EB, were used as unknown constants for each titration. Thus, in the calculation of E, not only the first point was used but also all other points of the titration. This procedure also made it possible to get an independent estimate of the standard deviations in K and E,. The results are given in Table 2 , and compared with the preliminary calculation by "hand". In the preliminary calculation, the error limits given for K are estimated whereas no limits could be given for Eoa. In the LETAGROP treatment, the error limits given for both K and Eo, are 3a As usual, E varies very slowly with time but can be assumed to be constant for each titration. The E values found from the first point and from all points of any one titration are the same, within the limits of error, except for small deviations in the firtb and last series. The equilibrium constant K comes out remarkably constant in the various series, and the "more objective" LETAGROP treatment has only shifted the value of K by about 6.01, thus within the limits of error.
It therefore seems that the present data can be well explained by the simple assumptions made above, thus the formation of a single complex LiOH with a formation constant K = 0.66 ± 0.02 and log K = -0.18 ± 0.01.
The deviations (E¢.p-E¢ c) for a typical example are shown in Table 3 ; the same experiment was used for Fig. 6 .
It is found that the value for K is not affected much by reasonable variation of k, and kb. For instance, one must vary the value for kb by about 30 % (from -1.3 by ± 0.40) in order to make K vary by 0.02, the error limits given. Complex formation of Li + with C1-and BrIt may be worthwhile to go back to assumption 3) that Li+ does not form complexes with C1-or Br-.
Although the association of lithium halides has been investigated by a few workers -2 at the beginning of this century, these results are not very reliable, because they did not take activity factor terms into consideration. From spectroscopic measurements, Hiittig and Keller 24 reported that concentrated solutions of lithium chloride have an absorption maximum at 270 nm*. For lithium bromide, the absorption msximum appeared at 280 nm for solutions of comparatively low concentration (I to 4 M) and at 270 nm and 300 nm for higher concentration (6.27 to 11.2 M). IHantzsch, however, denied such selective absorption of lithium halide solutions.
In the present work spectrophotometric measurements were made for LiX, LiClO 4 , NaX and NaCIO solutions in the wavelength region between 200 nm and 350 nm, using a "Bausch and Lomb Spectronic 505". Saturated solutions of LiCl and LiBr were prepured from itlium carbonate and the corresponding acid in practically the same way as described for LiClO, above, and recrystallized twice from water. Saturated solutions of LiCl, LiBr and LiCl0 4 showed no absorption maxima, except the characteristic absorptions of the anions (C17 205 nm; Br-230 nm; C10 4 , 205 nm) which were found also with NaC1, NaBr and NaClO 4 solutions.
The absorption maxima reported by Hiittig and Keller 23 must be attributed to some other reason, for example, to free chlorine and bromine in the solutions; this source of error was pointed out by Brode 2 6 in his study of the absorption spectra of KBr and KI solutions.
From the spectrophotometric measurements no evidence couid thus be found for the formation of lithium halide complexes.
Complex formation of Na+ with OHIt seems possible that Na + might form complexes with OH-, contrary to our assumption 2). This complex formation (which is presumably weaker than that for Li + ) would mean that what we have denoted as a = [OH-] would really be a = [OH-] + [NaOH] . Since the total concentration of Na + varied only by about 10 %, the concentration of NaOH was presumably practically proportion.al to [OH-] . The real [OH-] would then be smaller by a constant factor than the calculated a, and K correspondingly larger. This would mean only a constant factor, such as is tacitly assumed in all ionic medium work, but would not affect our conclusion on the formation of the LiOH complex.
Influence of impurities on data
The presence of impurities must also be taken into consideration. The total amounts of protolytic impurities were determined by Ciavatta's method 27 The results were 18 ± 2 1 luh in 3 M NaCIG and 56 ± 5 pM in 3 M LiCIO 4 . However, it may be reasonably expected thal almost all impurities are already protolyzed in the high pH region studied in this work. So, the influence on 
